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ABSTRACT: The high theoretical energy density of lithium−oxygen batteries brings
the promise of higher performance than existing batteries, but several technological
problems must be addressed before actual applications are made possible. Among the
diﬃculties to be faced is the slow oxygen reduction reaction (ORR), which requires a
suitable choice of catalysts and electrolytic solution. This can only be achieved if the
kinetics and mechanism of this reaction are known in detail. In this study, we
determined the rate constants for each elementary step of ORR for a platinum electrode
in 0.1 mol·L−1 LiClO4/1,2-dimethoxyethane (DME), using a kinetic model in the
frequency domain. We found that the energy storage capacity of lithium−air batteries
can be increased by converting a large amount of lithium superoxide into lithium
peroxide during the electrochemical step in comparison with chemical disproportiona-
tion. The mechanisms for ORR were supported by data from an electrochemical quartz
crystal microbalance (EQCM): ORR could be distinguished from parasitic reactions
induced by solvent degradation, and agglomerates of LixO2 (1 ≤ x ≤ 2) were adsorbed on the electrode. The rate-limiting step
for ORR was the electron transfer to the oxygen molecules strongly adsorbed onto platinum sites, particularly as a large amount
of reaction product (Li2O2) adsorbed onto the electrode. Even though Pt sheets are likely to be impracticable for real
applications due to their low surface area, they were useful in making it possible to determine the kinetics of ORR steps. This can
now be employed to devise more involved electrodes, such as those containing dispersed Pt nanoparticles.
■ INTRODUCTION
Population growth has pushed the energetic demand and the
global dependence on oil, with the ensuing rise in emission of
pollutant gases. The use of suitable devices to store the excess
energy originating from “green sources” or a convenient
substitute for combustion engines in transportation is a possible
solution.1−3 However, huge challenges must be addressed
before these technologies become successful. Among the few
alternatives is the lithium−air battery, which has high
theoretical speciﬁc energy density (11.7 kW·h·kg−1),4−7 with
a practical speciﬁc energy density close to 3.5 kW·h·kg−1 being
reported.8 These batteries have been studied extensively since
the report on the ﬁrst nonaqueous secondary battery.9 Catalysts
in the positive electrode can enhance the oxygen reduction
reaction (ORR) rate to deliver and store energy eﬃciently.
Several materials may be applied for this purpose, including
carbonaceous materials (e.g., graphene sheets), transition-metal
oxides (manganese spinel and cobalt oxides), inorganic−
organic composites (metal macrocycle derivatives), metal
oxides (Fe2O3, Fe3O4, and CuO), noble metals, and metallic
alloys (Pt, Pd, and Au).10−13 Electrocatalysts should allow for
suitable oxygen adsorption at the electrode surface, which must
be strong enough to decrease the activation energy barrier for
electro-reduction while being suﬃciently weak to allow these
anions to bind with lithium ions after the ﬁrst electron
transfer.14−16 Materials like Pd and Pt appear to exhibit this
intermediate adsorption strength.14 Even though platinum is
expensive as electrocatalyst in energy sources and batteries, it is
still the best ORR catalyst in aqueous media and one of the
most eﬃcient in aprotic media.15,17−20 Therefore, studying the
kinetics in these electrochemical systems remains relevant.
ORR has been studied in aprotic media where the superoxide
anion arises.21−24 ORR has been suggested to occur via a one-
electron, two-electron, or four-electron mechanisms in non-
aqueous systems, to aﬀord LiO2, Li2O2, and Li2O, respectively,
according to the global reactions:25,26
+ + → ° =+ − +ELi e O LiO , 3.00 V (vs Li/Li )2 2 (1)
+ + → ° =+ − +E2Li 2e O Li O , 2.96 V (vs Li/Li )2 2 2
(2)
+ + → ° =+ − +E4Li 4e O 2Li O, 2.91 V (vs Li/Li )2 2
(3)
In practical systems, additional electroreduction steps occur
at the positive electrode, with intermediates emerging and
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decomposing, and competition with solvent degradation also
exists. The formation of Li2O is kinetically limited, and the
major discharge product is Li2O2, even at standard potentials
more negative than 2.91 V. In theoretical and experimental
studies using density functional theory (DFT) and spectro-
scopic measurements, respectively, Li2O2 production was
reported. According to these studies, one-electron transfer to
the O2 molecule initiates ORR, thus leading to the superoxide
anion (O2
−) being weakly adsorbed on the electrode
surface.4,27−30 Solvent molecules can solvate this adsorbed
species, which can also react with cations such as Li+ in the
electrolytic solution.31 Several organic solvents undergo
nucleophilic attack by superoxide ions, yielding discharge
products that are diﬀerent from the expected LixO2
species.32−36 Other possible solvent degradation reactions are
proton abstraction by the superoxide and autoxidation in the
presence of the solution saturated with oxygen at high
potentials.37,38 These issues limit the practical potential
window, making the choice of a suitable solvent for ORR
crucial.32−34,37,38 Several degradation products (as lithium
carbonate, acetates, formates, and hydroperoxides) have been
detected for ORR in ether solutions,27,39 but a theoretical
approach to predict solvent stability has suggested the use of
ethers as aprotic solvent for lithium−air batteries.36,37
Since ORR in nonaqueous solvents and lithium salts is not
yet fully understood, here we investigated the kinetics of ORR
using a LiClO4/1,2-dimethoxyethane (DME) electrolyte
solution and a platinum electrode. Platinum sheets are not
suitable for batteries due to their surface area, but they are
suitable to study ORR mechanisms in detail since eﬀects from
other variables, such as size distribution in nanoparticles and
contribution from more than one catalyst in alloys and
composites, are eliminated. To estimate the kinetic constants
of the reaction steps, we conducted measurements in the
frequency domain and developed a kinetic model.
■ KINETIC MODEL
The elementary steps are based on the ORR mechanism
proposed in the literature.25,31,40,41 The exception is the last
chemical equilibrium, which considers partial dissolution of
Li2O2 adsorbed onto the platinum electrode in DME:
+ ⇄ −Pt O Pt O
K
ads2 2( )
1
(4)
− + + → −+ −Pt O Li e Pt LiOads
k
ads2( ) 2( )
2
(5)
− ⇄ − +
′
2Pt LiO Pt Li O Oads
k
k
ads2( ) 2 2 2( ) 2
3
3
(6)
− + + → −+ −Pt LiO Li e Pt Li Oads
k
ads2( ) 2 2( )
4
(7)
− ⇄ +
′
OPt Li O Pt Liads
k
k
2 2( ) 2 2
5
5
(8)
where the subscript “ads” means species adsorbed onto the
platinum sites. The electrochemical steps have been considered
out of equilibrium due to overpotential. On the basis of these
reaction steps, the corresponding rates are obtained:
θ θ= − ′v k k[O ]Pt1 1 2 1 O2 (9)
θ= −v k bE bEexp( ) exp( )2 2 O 02 (10)
θ θ= − ′v k k( ) [O ]3 3 LiO 2 3 Li O 22 2 2 (11)
θ= −v k bE bEexp( ) exp( )4 4 LiO 02 (12)
θ θ= − ′v k k5 5 Li O 5 Pt2 2 (13)
where b = (αnF/RT), E0 is the equilibrium potential, and E is
the interfacial potential. θPt is the surface coverage degree
associated with the platinum free sites, and θO2,θLiO2, and θLi2O2
are the surface coverage degrees for O2, LiO2, and Li2O2,
respectively. The term [O2] represents the oxygen molar
concentration dissolved in DME. θPt, θO2 and θLi2O2 can be
related to the surface coverage degree of the adsorbed
intermediate θLiO2 (eqs 14−17) through the mass balance,
which makes its substitution in eq 9−13 possible.
θ θ θ θ+ + + = 1Pt O LiO Li O2 2 2 2 (14)
θ
θ
=
−
+ +
K
K K K
(1 )
[O ] 1Pt
5 LiO
1 5 2 5
2
(15)
θ
θ
=
−
+ +
K K
K K K
[O ](1 )
[O ] 1O
5 1 2 LiO
1 5 2 5
2
2
(16)
θ
θ
=
−
+ +
⎛
⎝⎜
⎞
⎠⎟
K
K K K K
(1 )
[O ] 1
1
Li O
5 LiO
1 5 2 5 5
2 2
2
(17)
where K5 = (k5/k5′).
Equation 18 gives the temporal variation of θLiO2 which goes
to zero in the steady-state, necessary to relate the reaction steps
and θLiO2:
θ
= − − =
t
v v v
d
d
0LiO 2 3 4
2
(18)
In the transient state during the perturbation ac potential,
Taylor expansion helps to express the step rates as42,43
θ
θ= + ∂
∂
Δ + ∂
∂
Δω
θ
ω
⎛
⎝
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where j = (−1)1/2, ω is the angular frequency, and vi0 is the
steady-state rate for reaction i. The terms ΔθLiO2 and ΔE are
associated with the oscillation amplitude of the coverage degree
and with the sinusoidal ac potential. They obey the following
relation:
θ θ θ ω= + Δ j texp( )LiO LiO0 LiO2 2 2 (22)
where θLiO2
0 is the coverage degree of adsorbed LiO2 at the
steady-state. The temporal variation of θLiO2 at the transient
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state allows one to associate ΔθLiO2 with ΔE as expressed
below:
θ
ω θ ωΓ = Γ Δ = − −
t
Fj j t v v v
d
d
exp( )LiO LiO 2 3 4
2
2 (23)
where Γ is the maximum surface coverage. Hence, eqs 19 and
21 provide the oscillatory faradaic current density (Δif), which
is the sum of faradaic contributions Δν2 and Δν4 (Δν2 = ν2 −
ν2
0 and Δν4 = ν4 − ν40) multiplied by the Faraday constant, to
determine the impedance values for each angular frequency.
= Δ
Δ
Z
E
if f (24)
Equation 25 shows the total impedance (ZT), which depends
on the capacitive reactance (Zc) associated with the double-
layer capacitance (Cdl) in parallel with the faradaic impedance
and in series with the electrolytic solution resistance (Rs):
=
+
+
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Equation 26 was used to ﬁt the electrochemical impedance
spectroscopy data. The rate constants were scanned; the
selected ones were based on the lowest diﬀerence between the
experimental and theoretical impedance modulus.43 The
methodology used to determine the errors for each rate
constant is described in the Supporting Information.
■ EXPERIMENTAL SECTION
All the reagents were purchased from Sigma-Aldrich and used
as received: 1,2-dimethoxyethane containing molecular sieves
(with water content lower than 0.005%); lithium perchlorate
salt grade (99.99% purity); and tetrabutylammonium per-
chlorate (TBAClO4, purity higher than 99.0%). The electrolyte
solutions were prepared prior to use and stored in a glovebox
(MBRAUN) with water and oxygen concentration lower than
10 ppm.
A platinum sheet was used as the working and counter
electrode, and an Ag/Ag+ saturated in electrolyte solution was
employed as a quasi-reference electrode. This latter electrode
had a potential of 2.94 V versus Li/Li+, so all the potentials
referred to hereafter are based on the reference Li/Li+. A
LiClO4 (DME) or TBAClO4/DME electrolytic solution (0.1
mol·L−1) was employed in the electrochemical experiments. All
the experiments were carried out using an Autolab PGSTAT30
potentiostat/galvanostat. Ac electrochemical impedance spec-
troscopy was employed between 10 kHz and 10 mHz. Several
dc potentials were tried using 5 mV of superimposed ac
amplitude. This impedance was measured after pretreatment
for at least 2000 s, to achieve a pseudosteady state. Here, these
states were deﬁned as a 10% change in current density within
half an hour. Ultrapure N2 (99.999% purity) or O2 (99.998%
purity) from Linde-AGA were purged into the solution for 20
min before the experiments; the gas ﬂow was maintained
during the electrochemical measurements. Oxygen solubility in
DME is 9.57 mmol.cm−3.26 Cyclic voltammetry was performed
in acid medium (0.5 M H2SO4) to determine the value of Γ
(=2.46 × 10−9 mol of sites per cm2), considering an oxidation
charge associated with atomic hydrogen of 210 μA per square
centimeter of real area for polycrystalline platinum.44,45 The
program Maple v13.0 was used to ﬁt the experimental data. For
EQCM experiments, the substrates were 6 MHz AT-cut quartz
crystals coated with platinum. They have a piezoelectrically and
electrochemically active area of 0.361 cm2 and an integral
sensitivity constant of 0.0815 cm2 s−1 g−1. The resonance
frequency shift was measured with a HP-5370B Universal
Timer/Counter. Changes in the resonance frequency of the
EQCM crystal were transformed into mass changes using the
Sauerbrey equation.46
■ RESULTS AND DISCUSSION
Cyclic voltammetry experiments in an electrochemical cell
using electrolytic solution deaerated with nitrogen gas and
saturated with oxygen gas indicate that the parasitic reaction in
the electrolytic solution in the absence of oxygen for the
potential window used in this work can be neglected, as shown
in Figure 1. These data show that the reduction process in 0.1
M LiClO4/DME saturated with O2 happens at approximately
2.7 V, as expected for ORR in ether/lithium ion based
electrolytes.14,47−49 The electrooxidation process takes place at
potentials more positive than 3.5 V, conﬁrming the reaction
irreversibility in the conditions used, with low cyclability of the
electrochemical system being illustrated in the third and ﬁfth
voltammetric cyles in the inset in Figure 1. This is a
consequence of the insolubility of the reaction products in
Figure 1. Cyclic voltammograms using electrolytic solution (− −)
deaerated with nitrogen gas and () saturated with oxygen gas at 20
mV s−1. Inset Figure shows the third (red -•-) and ﬁfth (blue line)
voltammetric cycles.
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DME, which tends to passivate the electrode surface with
increasing number of voltammetric cycles. The potentiody-
namic proﬁle of the potential changed along the cycles,
probably owing to other reaction pathways originating from
alterations in the chemical environment due to partial
passivation of the platinum surface.35,47,50,51
The potential, charge (q), and mass change (Δm) measured
with an electrochemical quartz crystal microbalance (EQCM)
during the linear negative potential scan at 20 mV s−1 and in 0.1
M LiClO4/DME saturated with O2 are shown in Figure 2. This
experiment was aimed at determining the chemical species
taking part in the electrochemical reactions. The mass change is
small at potentials more positive than 2.10 V, but it increases
signiﬁcantly at more negative potentials owing to solvent
degradation. The slope in the mass change as a function of the
electroreduction charge is ca. 3.4 × 10−4g C−1 at 2.34 V, which
is an intermediate value between those expected for formation
of Li2O2 (2.4 × 10
−4 g C−1) and LiO2 (4.0 × 10
−4 g C−1). It
seems that agglomerates of Li2O2 and LiO2 were formed, as
predicted using density functional theory (DFT) calculations
and Raman spectroscopy.16,52,53 Diﬀerently from results in
aqueous medium, these EQCM data support a nondissociative
adsorption for oxygen molecules, as Li2O is formed during
dissociative adsorption and the ratio for mass change/charge
expected for Li2O (7.8 × 10
−5 g C−1) was not observed.
Nondissociative adsorption for oxygen molecules has also been
supported by isotope labeling experiments.54
The chronoamperometric curves at 2.34, 2.10, and 1.90 V in
Figure 3 are evidence for ORR in oxygen-saturated 0.1 M
LiClO4/DME. The current density decreased fast in the
beginning, but the steady state was not reached even after a
long time because the reaction products partially blocked the
platinum surface, as mentioned above. These experiments
helped to determine the time that would be necessary to obtain
pseudosteady states, which is important when conducting
electrochemical impedance spectroscopy at dc potentials. These
data also provide important information about how the current
oscillates during the electrochemical reactions. These oscil-
lations correspond to ca. 5% of the total current density at 2.34
V, and increase to ca. 10% at 2.10 and 1.90 V. Since the kinetic
model above involves the steady state for ORR, the impedance
data had to be ﬁtted at high frequencies (from 2 kHz to 3 Hz)
to minimize the eﬀects of these oscillations, which last about
100 s. Moreover, the impedance data did not change after
several consecutive measurements in this frequency range.
DME, molecular oxygen, and platinum catalysts participate in
these current oscillations, because the latter do not occur
during chronoamperometric experiments performed with other
electrodes and with aerated or deaerated solvents (for instance,
propylene carbonate or glass carbon electrode). Studies about
these oscillations will be presented elsewhere.
Figure 4 shows the Nyquist and Bode diagrams (in the inset)
obtained in oxygen saturated electrolytic solution containing
0.1 M LiClO4/DME, as well as in oxygen-saturated 0.1 M
TBAClO4/DME, at (a) 2.34, (b) 2.10, and (c) 1.90 V. The
diagrams are superimposed with the ac potential perturbation
of 5 mV from 10 kHz to 10 mHz. With extrapolation of the
semicircle at 2.34 V, the charge transfer resistance (Rct) is
determined as 155 kΩ·cm2 in the presence of oxygen dissolved
in 0.1 M LiClO4/DME. Rct decreases as the dc potential
becomes less positive, and two semicircles emerge at 2.10 and
1.90 V. The semicircles at high and low frequencies are
probably associated with ORR and solvent degradation,
respectively. In the Bode diagrams, two distinct processes are
identiﬁed which display diﬀerent time constants, at less positive
potentials. The Rct values associated with ORR are 20 and 7
kΩ·cm2 at 2.10 and 1.90 V, respectively.
Electrochemical impedance spectroscopy in oxygen-saturated
electrolytic solution consisting of 0.1 M TBAClO4/DME may
conﬁrm ORR and DME degradation reactions in 0.1 M
LiClO4/DME, since tetrabutylammonium cations (TBA
+) can
sustain ORR via one-electron transfer without any solvent
degradation26TBA+ ions are poorly solvated and tend to
form a stable TBA−O2 complex.
39,55,56 According to the hard−
soft acid−base theory (HSAB), O2− is a soft base with higher
aﬃnity for TBA+ (poorly solvated soft acid) than for the Li+ ion
(hard acid).26 Note that a second semicircle (or second time
constant) does not appear in the Nyquist diagrams at 2.34,
2.10, or 1.90 V when 0.1 M TBAClO4/DME is the electrolytic
solution. Therefore, the second semicircle at low frequencies in
0.1 M LiClO4/DME at 2.10 and 1.90 V (Figures 4b and 4c)
refers to solvent degradation by O2
− or Li2O2.
39,57
Solvent degradation reactions (not included in the reaction
mechanism) at 2.10 and 1.90 V modify coverage degrees of
reaction products and intermediates of ORR at the steady-state,
and this may compromise determination of the rate constants.
However, we opted to consider kinetic constants as estimated
at these dc potentials, because the inclusion of degradation
Figure 2. Bidimensional projections for E − q (a), E − Δm (b), and q
− Δm planes during ORR in 0.1 M LiClO4/DME saturated with O2 at
20 mV s−1.
Figure 3. Chronoamperometric curves at 2.34, 2.10, and 1.90 V, using
electrolytic solution saturated with oxygen gas.
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reaction in the reaction mechanisms would increase the number
of variables (degrees of freedom), thus turning the rate
constants unreliable. Moreover, we did not observe solvent
degradation for measurements at 2.34 V, although parasitic
reactions were reported for open circuit potential in the
presence of molecular oxygen.54 Therefore, the coverage degree
for the chemical species in the proposed reaction mechanism
can be taken as (almost) independent of parasitic reactions.
Figure 5a through 5c illustrate the ﬁtting of the experimental
impedance data from 2 kHz to 5 Hz at (a) 2.34 V, (b) 2.10 V,
and (c) 1.90 V, using eq 26. First, we ﬁtted the impedance data
using a double-layer capacitance of 40 μF.cm−2 at 2.34 V and of
20 μF.cm−2 at 2.10 and 1.90 V. Table 1 lists the rate constants
and their errors, determined from parabolic ﬁtting around the
values of each kinetic constant (see Supporting Information S1,
S2, and S3). For the sake of completeness in analyzing the
impedance data, we ﬁtted them using a constant-phase element
(CPE) with the kinetic constants of Table 1, since frequency
dispersions associated with the nonfaradaic processes are
observed and are not included in the kinetic model. The
impedance of 1/Q(jω)n replaced the double-layer capacitance,
where Q is a constant with dimension Fsn‑1. The insets in Figure
5 show these ﬁttings in the complex capacitance diagram, to
allow for better visualization at higher frequencies. Moreover,
the beginning of a second semicircle associated with other
processes (solvent degradation reactions) arises at low
frequencies, but we have not ﬁtted it because it is not part of
our kinetic model. The most signiﬁcant diﬀerences (at most
four times) between rate constants at 2.34 V and those
estimated at less positive potentials may be ascribed to solvent
degradation reactions (as mentioned above), in addition to
changes in the chemical environment due to formation of
insoluble Li2O2 product.
Figure 4. Nyquist diagrams in oxygen saturated electrolytic solution
containing (○) 0.1 M LiClO4/DME and (•) 0.1 M TBAClO4/DME
at (a) 2.34 V, (b) 2.10 V, and (c) 1.90 V. Bode diagrams are shown in
the inset: (blue ○) 0.1 M LiClO4/DME and (red ●) 0.1 M
TBAClO4/DME.
Figure 5. (•) Experimental and (○) theoretical impedance data for
ORR at (a) 2.34, (b) 2.10, and (c) 1.90 V. () Theoretical
impedance data using CPE. Complex diagrams of capacitance are
shown in the inset ﬁgures: (red ●) Experimental and (blue ○)
theoretical impedance data.
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These kinetic constants suggest that electron transfer to the
oxygen molecules adsorbed onto the platinum sites (eq 5) is
the rate-limiting step. The k2 values are close to those reported
in the literature;24,25 the diﬀerence may lie in the solvent
employed and in kinetic model adopted. K1 values are high
because molecular oxygen strongly adsorbs onto platinum
sites.14,16,20 The low Li2O2 solubility in organic medium and the
K5 values in Table 1 suggest that Li2O2 formed during ORR
remained almost totally adsorbed onto the platinum sites,
contributing to electrode surface passivation. This conclusion is
consistent with the decreased current density during the
chronoamperommetric experiments and as a function of the
number of voltammetric cycles, already mentioned. High k4
values indicate larger lithium ion aﬃnity for O2
2− as compared
with O2
−.26,58 The diﬀerence between k3 and k4 suggests that
Li2O2 emerges preferentially during the electrochemical step, to
enhance the current density, the energy density and the power
of lithium−air batteries. It is worth pointing out that though the
number of ﬁtting parameters is large, the values inferred from
the ﬁtting were consistent with expectation.
■ CONCLUSIONS
ORR was found highly irreversible for a platinum electrode in
an electrolytic solution of LiClO4 and DME, according to the
cyclic voltammetry experiments. The low cyclability of this
electrochemical system results from the low solubility of the
reaction products in DME. The EQCM data suggested
formation of Li2O2 and LiO2 during ORR in an organic
medium, whose rate of elementary steps was investigated using
a kinetic model in the frequency domain. The kinetic constants
are consistent with the literature, pointing to high adsorption
energy for oxygen molecules, slow electron transfer to
molecules adsorbed onto the platinum sites, and partial
blockage of these sites due to formation of reaction products
that are insoluble in the organic solvent. Most signiﬁcantly, the
reaction product (Li2O2) may preferentially arise during the
electrochemical step, thus increasing the number of electrons
transferred to each oxygen molecule adsorbed onto the
platinum sites and enhancing the power and energy storage
capacity of lithium−air batteries. Because these ﬁndings are
likely to be independent of the form of Pt, ORR can now be
studied in detail for platinum nanoparticles that are more
suitable for practical devices.
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